Introduction
When low-carbon steel interacts with chloride-rich anoxic brine, the phase Fe II 2 (OH) 3 Cl(s) , which is the pure-iron endmember of hibbingite (Fe II , Mg) 2 (OH) 3 Cl(s) , is expected to be a likely corrosion product. This phase has been found in the Duluth Complex at Hibbing, Minnesota, USA, with a chemical composition of (Fe 1.72 Mg 0.21 Mn 0.06 Si 0.01 ) Σ = 2.00 [Cl 0.87 (OH) 0 .12 ] Σ = 0.99 (OH) 3.00 (Saini-Eidukat et al., 1994) . A hibbingite sample found in a fracture of chalcopyrite and pentlandite from Sudbury, Ontario, Canada, has a composition close to Fe 2.00 Cl 1.06 (OH) 3.40 (Springer, 1989) with Mn and Mg as minor components. In addition to the above occurrences, numerous other natural occurrences of hibbingite as alteration products in meteorites, ancient iron objects, and sulfide ores (e.g. Buchwald and Koch, 1995; Cawthorn et al., 2009; Lee and Bland, 2004; Saini-Eidukat et al., 1998) suggest that hibbingite is a geochemically important, but less recognized, iron-bearing mineral in chloride-rich environments under reducing conditions. Hibbingite is not in any of the thermodynamic databases of the important geochemical codes such as EQ3/6, because of the lack of thermodynamic data.
Just as the composition of hibbingite undergoes variations, there are significant variations in the structure of hibbingite. The formula of hibbingite is simplified as γ-Fe 2 (OH) 3 Cl in the Handbook of Mineralogy (Anthony et al., 2003) , whereas others including Buchwald and Koch (1995) identify the β-Fe 2 (OH) 3 Cl(s) structure as hibbingite, rather than the γ structure. In addition to the β-and γ-Fe 2 (OH) 3 Cl(s) forms, there is also an α structure found in meteoritic samples (Buchwald and Koch, 1995; Oswald and Feitknecht, 1964) . Notably, it is the β-Fe 2 (OH) 3 Cl(s) structure that is predominantly found in the corrosion of man-made iron objects in archaelogical discoveries (Reguer et al., 2007) . It is difficult to differentiate the β and γ structures, even using techniques such as X-ray diffraction, as many of the peaks belong to both species, and the peaks that are specific to the γ form are either relatively weak compared to the β peaks, or contained in the shoulders of strong β peaks. The structures of the α, β, and γ forms are hexagonal, hexa-rhombohedral, and orthorhombic, respectively (Reguer et al., 2007) . Remazeilles and Refait (2008) recently determined the Gibbs free energy of formation for several iron(II) hydroxychlorides, including β-Fe 2 (OH) 3 Cl(s) . While a Gibbs free energy was not reported for the γ form, we expect that the Gibbs free energy will be comparable to that of the β-form.
Our motivation for studying the dissolution and precipitation of hibbingite in concentrated brines is to refine our ability to assess the performance of the U.S. Department of Energy's Waste Isolation Pilot Plant (WIPP). The WIPP is a repository for defense-related transuranic waste located in southeast New Mexico at a depth of 655 m in the Salado, a Permian bedded-salt formation. Performance assessment requires a detailed understanding of the response of concentrated brines to both minerals found in the surrounding halite formations as well as nuclear waste, waste packages and the engineered barrier that are emplaced in the repository. Because the primary constituent of the containers used to emplace waste in the repository is steel, there will be substantial quantities of iron available in the repository, which could interact with any brine present.
The WIPP geochemistry model is based on the Pitzer model for the thermodynamics of concentrated electrolyte solutions (Pitzer, 1991 , as well as the relevant radionuclide species present in the repository, additional thermodynamic properties regarding Fe(II) and Pb(II) species will enhance modeling of the long-term performance of the repository. While a wide variety of Fe(III) parameters are available in the literature, they are not by themselves relevant to descriptions of the behavior of the WIPP repository, because the environmental conditions are expected to favor the ferrous state for iron (Telander and Westerman, 1993; Telander and Westerman, 1997) . Several Fe(II) parameters are available in Pitzer (1991) . Additionally Millero et al. (1995) have obtained some parameters by fitting previous studies.
The experiments described in this paper are a part of systematic efforts to obtain relevant thermodynamic parameters for iron and lead which are used for packaging and radiation shielding. The goal is to incorporate these parameters into the WIPP geochemistry model. In this study, we have determined the thermodynamic data of the pure-iron end-member of hibbingite and iron hydroxide from solubility studies. These results should be useful not only to the WIPP, but also to many other areas, as numerous occurrences of hibbingite have been observed as mentioned above. In addition, we have studied the reaction of hibbingite with sodium sulfate brines, which resulted in the formation of green rust(II) sulfate and the generation of hydrogen gas.
Experimental methods

Starting material and brine preparation
Solid starting material preparation and solubility experiments were performed within gloveboxes (VAC and Labconco) that have anoxic control systems. Anoxic conditions were maintained using a source gas of 5% H 2 (balance Ar) and Coy Laboratory Products O 2 catalyst boxes. The oxygen concentration within the glovebox was monitored using a Coy O 2 meter, which routinely read 0 ppm. The glovebox O 2 concentrations were also verified using a Delta-F fuel-cell type O 2 meter (DF-310ε) that indicated O 2 concentrations in the range of 3-10 ppm. All aqueous solutions (or DI water prior to preparing solutions) were sparged with the anoxic-glovebox gas in the glovebox for a minimum of 1 h before adding any ferrous iron compounds.
Fe 2 (OH) 3 Cl(s) study
Solubility experiments on Fe 2 (OH) 3 Cl(s) were conducted in 60 mL serum bottles at 25°C ± 1.5°C in the VAC glovebox, in 0.1, 1, 2, 3, 4, and 5 molal (m) NaCl solutions prepared from DI water (18 MΩ cm, Barnstead) and NaCl(s) (Fisher, ACS grade). Additionally 0.05, 0.38, 0.76, 1.14, 1.52, and 1.9 m Na 2 SO 4 brines were prepared from DI water and Na 2 SO 4 (s) (Fisher, ACS grade). Two replicates were prepared for each brine concentration. The ratio of solids to liquid in the reactors was 0.7 g solid/60 mL of brine.
In the undersaturation experiments, the solid starting material was prepared by reacting FeCl 2 •4H 2 O(s) (Fisher, ACS grade) with KOH (s) (Fisher, ACS grade). A 50 wt.% KOH solution was prepared and centrifuged to minimize carbonate contamination in the final solid phase. Potassium hydroxide and iron chloride were mixed in a molar ratio of 1.86 in a total of 700 mL of water, for a net chloride concentration of 3.2 mol/L (see Section 2.1 of Remazeilles and Refait, 2008) . The solids sat overnight in the liquor and were then repeatedly decanted and washed with DI water over a period of one week. Finally the solids were washed with DI water and filtered on Whatman #40 filter paper.
Oversaturation experiments were also performed to ensure that the Fe 2 (OH) 3 Cl(s) phase is precipitated under the conditions explored here. Two reactors were prepared; in each reactor, 0.5 ± 0.1 g FeCl 2 •4H 2 O(s) was dissolved directly into 50 mL of 5 m NaCl brine. Next, 1 m NaOH was added to each bottle until the observed electrode pH reading exceeded 9. This procedure was repeated twice as the pH dropped when solids precipitated out of solution. We believe that these experiments approach equilibrium from supersaturation, as Fe 2 (OH) 3 Cl(s) is precipitated in situ in the brine solutions (Fig. 13 , Supplemental).
Fe(OH) 2 study
Solubility experiments on Fe(OH) 2 (s) were conducted in serum bottles at 27°C ± 1.5°C in the Labconco glovebox, in 0. 04, 0.15, 0.5, 1.22, 3.03, and 5 .97 molal (m) NaCl solutions. The in situ temperature of the Labconco glovebox is slightly higher than the VAC glovebox; the only temperature control used was the building heating and cooling. The brines and the starting solid phase were prepared simultaneously by adding NaCl(s) (Fisher) to suspensions of Fe(OH) 2 (s). The Fe(OH) 2 (s) was prepared by mixing 24.9925 g FeCl 2 ·4H 2 O(s) (126 mmol, Fisher), 10.0590 g NaOH(s) (251 mmol, Fisher), and 500 mL of deoxygenated, deionized water within a Labconco glovebox. After two days of aging, the supernatant was volumetrically replaced twice with deoxygenated, deionized water, permitting determination of the definitive dilution factor for dissolved NaCl. After two dilutions over 2 days, further dilution became impractical due to extremely slow sedimentation of the solid, and the calculated concentration of the dissolved NaCl was 0.036 mol/L. Four days after the second dilution, 50 mL of the well-dispersed suspension was transferred into six 60 mL HDPE serum bottles containing 0, 0.3386, 1.3674, 3.4407, 8.7438, and 17 .3288 g NaCl(s).
Analytical methods
X-ray diffraction patterns of the solid phase before and after the experiment were obtained using a Bruker D8 Advance, with Cu-α radiation and a Solex detector.
For total and ferrous iron concentrations, sub-samples were first filtered with 0.2 μm Pall Aerodisc filters and then preserved in 1 M or 2 M HCl (for Ferrozine analysis) or 5% HNO 3 (for ICP-AES analysis) for iron analysis before removal from the glovebox. All acids used were trace metal grade. Total iron concentrations were measured using a Perkin-Elmer dual-view inductively coupled plasma-atomic emission spectrometer (ICP-AES, Perkin-Elmer DV 3300). Calibration blanks and standards were matched with experimental matrices. The correlation coefficients of calibration curves in all measurements were greater than 0.9995. The detection limit was below 0.06 mg/L. The relative standard deviation (RSD), based on replicate analyses, was less than 1.00%. Ferrous (and total) iron concentrations were measured using a Ferrozine method with a Cary 300 UV-VIS spectrometer. The correlation coefficient of the calibration curves from this method was greater than 0.99. The relative standard deviation (RSD), based on replicate analyses, was less than 10%. No significant differences were observed between the Ferrozine and the ICP-AES method.
Chloride concentrations were measured using a Dionex ICS-3000 ion chromatograph using an AS23 anion column, an ASRS300 suppressor, and a Dionex conductivity detector. The correlation coefficient of the calibration curve was greater than 0.999. The RSD of the replicates was less than 15%. For the analysis, the initial chloride concentrations in the brines (determined by the masses of salts and DI water used) were used for the analysis, provided that the chloride analysis results were within 15% of the initial value.
Gas-phase hydrogen concentrations were measured using a CSquared Inc. hydrogen meter, which measures the thermal conductivity of a sample of gas. The meter was calibrated using lab air and a tank of 5% H 2 /balance N 2 . Pressure in the serum bottles was measured using a Netech pressure transducer connected to a needle that was used to puncture the septa.
Hydrogen ion concentrations were measured from pH readings using a glass pH electrode. The pH meter and electrode were calibrated using NIST traceable pH buffers (Fisher). Calibrations were performed daily, and calibration checks using one of the buffers above were performed every 2 h. For the Fe 2 (OH) 3 Cl(s) solubility study, a Mettler-Toledo DG 111-SC Ag/AgCl electrode and a Mettler MA 435 ion analyzer were used. For the Fe(OH) 2 (s) solubility study, a Fisher Accumet Semi-Micro Ag/AgCl electrode and a VWR SympHony SP80PI meter were used.
To compensate for the effect of the junction potential, correction factors for the electrodes were determined by performing Gran titrations on a series of NaCl brines bracketing the brines used in the solubility experiments, as discussed in Rai et al. (1995) .
Results
pH electrode correction factors
From Gran titrations of NaCl brines with HCl, an additive correction factor A(m NaCl ) is determined, which yields the pcH = −log 10 [H + ] as a function of the observed pH obs ,
For the Mettler-Toledo DG 111-SC Ag/AgCl electrode, the correction factor A was found to be A = −0:1004 + 0:0761m NaCl + 0:035m 2 NaCl -0:0042m
where m NaCl is the molality of NaCl(aq) (mol/kg water). The pmH = −log 10 m H+ was determined by converting from molar to molal based on the brine density. A plot of the data and the fit is shown in Fig. 1 . For the Fe 2 (OH) 3 Cl(s) solubility study, we required a cubic fit for the Mettler-Toledo electrode because of the high sensitivity of the log K for this solid phase on the pmH measurements. For the Fisher Accumet Semi-Micro Ag/AgCl electrode, the correction factor A was found to be fit by
Eq. (3) yields pmH as a function of pH obs. Eqs. (2) and (3) are slightly different than that obtained by Rai et al. (1995) for Orion-Ross electrodes,
The most notable difference between the two equations is that Rai et al. (1995) assumed that the correction factor A goes to zero linearly with m NaCl . However, we did not find this to be the case for our electrodes, as can be seen from Fig. 1 . In contrast, it appears to us that at low ionic strengths the correction factor A is dominated by the ion activity coefficient (i.e. the effect of the junction potential becomes subdominant), which implies that A~I m 1/2 for I m → 0. As shown in Fig. 1 , when the Debye-Hückel term
where I m is the molal ionic strength, and A γ = 0.51001 is the dimensionless Debye-Hückel parameter, is added to the correction factor A, the sum A + D (with D given by Eq. (5)) closely approaches zero linearly with ionic strength.
3.2. Solubility study of Fe 2 (OH) 3 Cl(s) 3.2.1. XRD of the solid phase An XRD of the starting material is shown in Fig. 2 . The peaks match those of Fe 2 (OH) 3 Cl(s) (PDF 34-0199). After more than 9 months, XRD (s) of the solids in the 1 m and 5 m reactors were obtained to look for phase changes. These are also shown in Fig. 2 . No phase changes are apparent, however the intensity of the peaks increased by a factor of 3 to 10 between the initial solids and the final solids indicating that either amorphous material was present in the solid starting material, or that crystal size increased in solution. An XRD of the 5 m oversaturation experiment is shown in Fig. 13 (Supplemental), taken 10 months after the last addition of NaOH to the reactor. Both Fe 2 (OH) 3 Cl(s) and Fe (OH) 2 are present because more base was added than needed to precipitate all of the Fe 2 (OH) 3 Cl.
SEM/EDS of the solid phase
Scanning electron microscopy (SEM) and energy dispersive spectroscopy (EDS) spectra of solid phase removed from the 5 m NaCl reactor are shown in Fig. 14-Fig. 15 (Supplemental) . The SEM photo shows a non-descript submicron powder. The EDS spectra confirm the presence of Cl − in the solid phase.
Aqueous concentrations in NaCl brine
The ferrous iron concentration versus ionic strength for the undersaturation solubility experiments in NaCl brine are shown in Fig. 3 and the pmH is shown in Fig. 4 . It appears from the graphs that m Fe 2+ and pmH had stabilized by no later than 272 days. Oversaturation data was obtained for two reactors in 5 m NaCl brine. These data are discussed in Section 4. Table 1 (Supplemental) gives a list of the data and Fig. 11-Fig. 12 (Supplemental) show m Fe 2+ and pmH versus time for the various ionic strengths.
Hydrogen production in NaSO 4 brines
After several months, we observed that the solid phase in the NaSO 4 reactors began darkening, with small bubbles of gas rising upward from the solid phase as shown in Fig. 16 (Supplemental) . Eventually the solid phase became a dark green-black color as shown in Fig. 17 (Supplemental). An XRD, shown in Fig. 5 , was performed on the solid phase after 167 days. The solid product phase appears to be green rust(II) sulfate, (Fe III 2 Fe II 4 (OH) 12 SO 4 (s), or GR(II)SO 4 ). After 297 days, the hydrogen concentration was measured in the 0.05 m Na 2 SO 4 reactor using a C-Squared hydrogen meter and found to be approximately 15 mol%, three times the hydrogen concentration of the glovebox redox-control gas. The pressure in some bottles after 206 days was found to be as high as 10 psi.
The green rust(II) sulfate was analyzed via scanning electron microscopy and electron dispersion spectroscopy as shown in Fig. 18 (Supplemental). The results were found to be consistent with the formation of green rust(II) sulfate; in particular, the EDS spectrum shows a strong sulfur peak. 
Aqueous concentrations in NaCl brine
The ferrous iron concentration for the solubility experiments in NaCl brine are shown in Fig. 7 and the pmH is shown in Fig. 8 . It   Fig. 2 . XRD of the Fe 2 (OH) 3 Cl(s) starting material (lowermost scan); XRD of solid phase from the 5 m NaCl reactor, removed after 273 days (middle scan); XRD of solid phase from the 1 m NaCl reactor, removed after 344 days (upper scan); XRD reference card data (PDF 34-0199) for Fe 2 (OH) 3 Cl(s) (lower plot, black lines); XRD reference card data (PDF 13-0089) for Fe(OH) 2 (s) (lower plot, grey lines). appears from the graphs that m Fe 2+ and pmH had stabilized by no later than 94 days.
Between 28 and 112 days, an increase in pH and a corresponding decrease in the concentration of dissolved Fe(II) was observed for the 5.97 m NaCl reactor. We presume that this corresponds to the formation of a small amount of Fe 2 (OH) 3 Cl(s), although this is not visible from the XRD shown in Fig. 6 . Plots of m Fe 2+ and pmH versus time are shown in Fig. 19-Fig. 20 (Supplemental). The data is also given in Table 2 Fig. 9 plots log 10 Q − 6D + 3 log 10 a w , where a w is the water activity and D is the Debye-Hückel term given by Eq. (5). Oversaturation data is included in Fig. 9 , and shows good agreement with the 5 m NaCl experiments.
For the forward dissolution reaction,
the reaction quotient is given by log 10 Q = log 10 m Fe 2+ −2 log 10 m H þ :
Fig. 10 plots log 10 Q − 2D + 2 log 10 a w , where a w is the water activity and D is the Debye-Hückel term given in Eq. (5).
To determine log 10 K for reactions (6) and (8), the speciation code EQ3NR (Wolery and Jarek, 2003) was run for each ionic strength using the measured iron concentration and the initial chloride concentration. The square of the difference between the calculated (log 10 Q EQ3NR ) and measured (log 10 Q Exp ) logarithmic reaction quotient Fig. 6 . XRD of initial starting material Fe(OH) 2 (s) (lower scan); XRD of Fe(OH) 2 (s) aged in 5.97 m NaCl for 175 days (upper scan). Fe 2 Cl(OH) 3 (s) was not detected however the decrease of [Fe(II)] diss , and the increase in pmH, as shown in Fig. 7-Fig. 8 values for each reactor was summed to determine the objective function,
where x = (log 10 K Fe 2 (OH) 3 Cl log 10 K Fe(OH) 2 , θ Na + /Fe 2+) defines the three parameters to be optimized (the two solubility products and the Na + -Fe 2+ interaction Pitzer parameter).
Using a downhill simplex algorithm the value of x that minimizes S(x) was determined. This was achieved by using a Python script that wrapped around EQ3/6. An approximate confidence interval for x was determined by finding solutions x′ that satisfy the ellipsoidal constraint
where F(p,n − p,α) is the F distribution for p parameters, n data points, and a 100α % confidence interval (Draper and Smith, 1998) . With p =1, Eq. (11) is equivalent to Student's t-test (see Section 1.5 of Draper and Smith, 1998) ; it should be noted that Eq. (11) -Na + Pitzer parameters adequately capture the behavior of this system. As a check, log 10 K was also computed using the specific ion interaction theory (SIT, Biedemann et al., 1982; Grenthe et al., 1997) model, which is obtained as the intercept of the straight line in Figs. 9 and 10, yielding log 10 K Fe 2 (OH) 3 Cl = 17.23 and log 10 K Fe(OH) 2 = 12.97 respectively. Given the differences in the formulations of the SIT and Pitzer models, the agreement in the values of the log 10 K is excellent. Additionally, for Fe(OH) 2 (s), the log 10 K = 12.95 ± 0.13 corresponds to a log 10 K sp of −15.05 ± 0.13. This value is in good agreement with the solubility product of crystalline Fe(OH) 2 (s) of −15.1 listed in the NIST database (Smith and Martell, 2004) . It is reasonable to compare solubility products obtained from Pitzer modeling to SIT and the NIST database for low-charge species (Guillaumont et al., 2003) .
Gibbs free energy of hibbingite
Given our estimate for log 10 K for the dissolution of hibbingite, we are also able to calculate a Gibbs free energy of formation for hibbingite, and compare it to other values reported in the literature. Remazeilles and Refait (2008) 
−1 adopted by Remazeilles and Refait (2008) , and Δ f G Fe 2 + =−91.5 kJ mol −1 adopted by Refait et al. (1999) , the logarithmic equilibrium constant for reaction (6) would be 17.91. This value is about 0.7 log units higher than the value obtained from our modeling calculations, which indicates that pure-iron end-member of hibbingite is more stable than previously thought. In this study, we derived a value of Δ f G= −928.0± 0.9 (using the confidence interval on log 10 K) kJ mol −1 for the pure-iron end-member of hibbingite.
In order to compare directly with the value of Remazeilles and Refait (2008) , our presented value of Δ f G is derived from the Gibbs free energy of formations (
Production of hydrogen by Fe 2 (OH) 3 Cl in sulfate brines
For the reaction of Fe 2 (OH) 3 Cl(s) in Na 2 SO 4 brines we consider that the reaction
may adequately describe the redox reaction that appears to be occurring; we have not performed sufficient analyses to verify the stoichiometry of reaction (12). A similar reaction has been observed previously under anoxic conditions by Bessiere et al. (1999) :
and by Kulkarni (2006) for zero-valent iron. The conversion of GR(II) SO 4 to magnetite has also been observed under anoxic conditions (Sumoondur et al., 2008a,b) , which implies that the presence of Na 2 SO 4 acts as a catalyst for the final production of magnetite in Na 2 SO 4 -bearing brines.
Applications to nuclear waste isolation
When low-carbon steel waste containers in geological repositories are partially corroded as Fe-hibbingite in chloride-rich brine, the assemblage of the remaining metallic iron and Fe-hibbingite is likely to buffer the oxygen fugacity in the repository:
Based on the equilibrium constant of Fe-hibbingite determined in this study, in combination with thermodynamic data from the NBS thermodynamic table (Wagman et al., 1982) for the reaction
which has a log 10 K = 55.37, the log f O 2 buffered by the above assemblage is -85 at pH 9, a H 2 O = 0.75, and a Cl − = 5 m. Therefore, Fig. 10 . Plot of log 10 Q (reaction quotient) after including the water activity and removing the Debye Hückel term (Eq. (5)) versus the ionic strength I m (mol/kg H 2 O) for the Fe(OH) 2 (s) solubility study from experimental data (diamonds), and the EQ3NR runs (solid thick line) using a log 10 K = 12.95. The log 10 K extrapolated to zero ionic strength by a linear fit (SIT model) through the data is 12.97 (black straight line).
the assemblage of metallic iron and Fe-hibbingite would provide a reducing environment. A reducing environment is favorable to the performance of the geological repository by maintaining actinides important to the WIPP performance assessment (PA) in a reduced oxidation state, which reduces their mobility.
Summary
Using solubility measurements, we have determined the logarithm of the equilibrium constant of Fe-hibbingite to be 17.12 ± 0.15. This value is about 0.7 log units lower than the value determined by Remazeilles and Refait (2008) , and suggests that Fe-hibbingite may be more stable than indicated by the log K determined in the earlier study. The assemblage of metallic iron and Fe-hibbingite in mildly alkaline and chloride-rich brines would buffer the geological repository under reducing conditions similar to that buffered by the assemblage of metallic iron and Fe(OH) 2 (s). We hope that our thermodynamic data for the pure-iron end-member of hibbingite will provide valuable insight into its stability in various geological environments, including deep geological repositories for nuclear waste in salt formations. 
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